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Editor: Jay GanA series of monomeric and dimeric FeIII complexes with O,O-; O,N-; O,S-coordination motifs has been prepared
and characterized by standard analyticalmethods in order to elucidate their potential to act asmodel compounds
for aquatic humic acids. Due to the postulated reduction of iron in humic acids and following uptake bymicroor-
ganisms, the redox behavior of the models was investigated with cyclic voltammetry. Most of the investigated
compounds showed iron reduction potentials accessible to biological reducing agents. Additionally, observed re-
duction processeswere predominantly irreversible, suggesting that subsequent reactions can take place after re-
duction of the iron center. Also the stability of the synthesized complexes in pure water and artiﬁcial seawater
was monitored from 24 h up to 21 days by means of UV–Vis spectrometry. Several complexes remained stable
even after 21 days, showing only partially precipitation but some of them showed changes in UV–Vis spectra al-
ready after 24 h which were connected to protonation/deprotonation processes as well as redox processes and
degradation of the complexes. The ability to act as an iron source for primary producers was tested in algal
growth experiments with two marine algae species Chlorella salina and Prymnesium parvum. Some of the com-
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acids could be responsible for the reversible iron binding and transport in aquatic humic substances.
© 2016 The Authors. Published by Elsevier B.V. This is an open access article under the CC BY license
(http://creativecommons.org/licenses/by/4.0/).1. Introduction
Humic substances are intensively investigated due to their interest-
ing properties, their impact on the environment and potential use in dif-
ferent industrial sectors (Peña-Méndez & Patočka, 2005). Besides many
other functions, humic substances play an important role for the bio-
availability of transition metal ions including Fe, Mn, Cu, and Zn
(Rashid, 1974) due to their chelating properties and high afﬁnity to-
wards those metals; however, the impact of those properties may
have been underestimated, especially in case of iron. Iron is essential
for all living beings and its bioavailability limits their growth and func-
tion. In plants it affects photosynthesis and the formation of chlorophyll
and carbohydrates (Osterber, 1974; Egami, 1975; Raven, 1988). The
bioavailability of iron in soils is strongly regulated by the pH value and
oxygen content. At neutral pH and under aerobic conditions iron occurs
mainly as iron oxide (the general therm ‘iron oxide’ describes various
forms of iron oxide, oxyhydroxide and amorphous iron hydroxide)
which is poorly soluble in water and therefore cannot be taken up by
plants andmicroorganisms. If the oxygen content in soil is low, iron(III)
can be reduced to the far more accessible and readily soluble iron(II)
form (Lindsay & Schwab, 1982). More problematic is the bioavailability
of iron in aquatic systems.Most of these systems are highly oxygenated,
at least in the regions where photosynthetic activity is present. Due to
this high oxygen content and the low solubility of inorganic iron(III)
salts, iron is often the limiting factor for the growth and productivity
of primary producers (Worms et al., 2006). Additionally in seawater,
higher ionic strength and pH ~8.2 contribute to rapid precipitation of
iron (Wu et al., 2001; Liu &Millero, 2002; Liu &Millero, 1999). Huge re-
gions of the ocean have high concentrations of nutrients like phosphate
and nitrate, which should result in high photosynthetic productivity of
algae; however, growth of microorganisms is rather limited and doesn't
correlate with nutrient concentrations, which can be explained by in-
sufﬁcient iron abundance (Watson et al., 1991; Martin & Fitzwater,
1988; Fitzwater et al., 1996). As those high nutrient low chlorophyll
(HNLC) regions make up approximately 30% of the total ocean surface
(Pitchford & Brindley, 1999; Edwards et al., 2004) we can probably as-
sume how important the solubility of iron is. Photoautotrophic marine
microorganisms are responsible for half of worldwide photosynthetic
production and play a crucial role in the carbon cycle (Raven, 1988;
Gregg et al., 2002; Field et al., 1998). The iron cycle is linked to the car-
bon cycle via primary production; iron uptake in algae and its chemical
speciation in seawater. It is therefore very important to understand the
limitations and environmental aspects of iron bioavailability. The analy-
sis of the dissolved iron in seawater showed that 99.99% is coordinated
to organic ligand scaffolds (Johnson et al., 1997; Hutchins et al., 1999).
Humic acids belong to those natural chelators and are assumed to be
important factors for iron supply of marine organisms (Gledhill &
Buck, 2012). For a long time the impact of humic substances on iron bio-
availability was underestimated due to the assumption thatmost of this
organic material precipitates in salt water (Sholkovitz, 1976; Eckert &
Sholkovitz, 1976; Boyle et al., 1977; Sholkovitz & Copland, 1981;
Hunter et al., 1997; Nowostawska et al., 2008). This assumption was
found to be incorrect because approximately 20% of aquatic humic sub-
stances resist precipitation and remain dissolved in seawater (Krachler
et al., 2005; Krachler et al., 2012; Krachler et al., 2010; Jirsa et al., 2013;
Rose & Waite, 2003). Humic acid-based iron complexes have been
found in the entire Atlantic, Arctic and Paciﬁc oceans. Unfortunately,
very low concentrations of those substances make their characteriza-
tion very challenging (Ibisanmi et al., 2011). Moreover, humic sub-
stances are not uniform, as they originate from diverse plant andanimal residues and have therefore very complex and varying struc-
tures (Waksman & Hutchings, 1936). Generally, they are divided in
three groups according to their size, properties and solubility (Christl
et al., 2000). The group of humic substances with a good aqueous solu-
bility (fulvic acids) is of big interest regarding iron transport and com-
plexation. This group consists of rather small molecules with a
molecular mass of around 0.5–2 kDa and relatively high oxygen content
(Thurman et al., 1982; Peuravuori, 1996). As mentioned before, the
characterization of humic acids iron complexes is challenging; however,
it is crucial to understand how iron is bound and released from those
complexes, which functional groups are involved and how the uptake
of iron by microorganisms works. In this case, the synthesis of model
compounds for humic acids can help to answer those questions and
contribute to a better understanding of the global iron cycle. Model
compounds, due to the uniform and simpliﬁed structure motifs enable
a glimpse inside the chemistry of those natural chelators. However, it
should be kept in mind, that model systems represent rough simpliﬁca-
tion of aquatic humic substances (AHS). Eachmodel refers to one partic-
ular iron binding type in AHS, whereas the heterogeneity of the humic
acids allows many different coordination modes and sites. Iron can be
bound at the same time at different positions, coordinated by different
functional groups having different binding strengths. Also the large
size of the molecules compared to simple ligands may lead to the con-
formational changes and aggregate formation,which affects the binding
sites. The availability and amount of possible iron binding groups de-
pends on pHand ionic strength. Summarizing, it is not possible to repro-
duce all of the properties of AHS within one model but it is thoroughly
feasible to identify potential coordinationmotifs and building blocks re-
sponsible for the reversible iron binding and transport in the ocean.
Regarding all the information about aquatic humic acids and their
properties, we decided to synthesize simple models and test the differ-
ent possible coordination modes in iron complexes. The model com-
plexes should include the building blocks of natural humic acids but
they should be simple enough to enable full characterization. Those
building blocks are mainly aromatic rings, phenolic and carboxylic
groups. (Leenheer et al., 1995; Stevenson, 1994) As the stable iron oxi-
dation state in aquatic systems is iron(III), the models should include
this oxidation state. Also, the number of iron atoms in the complex
has to be considered. Latest EXAFS studies (van Schaik et al., 2008) im-
plicate mononuclear Fe(III) complexes as predominant form but the di-
nuclear models are also worth consideration due to the chemistry of
many natural chelators which form preferable dinuclear complexes,
for example catechol. Another important issue is the ﬁrst coordination
sphere of iron. The EXAFS studies cannot clearly distinguish between ni-
trogen and oxygen which means those two atoms can both occur. Ad-
mittedly, the oxygen content in humic substances is much higher than
the nitrogen and also many identiﬁed oxygen containing groups are
present, so theO,O coordination seems to bemore likely. Due to the pos-
sible incorporation of amino acids in the structure of humic substances
(Hagen, 2007; Pressprich & Chambers, 2004), other coordination possi-
bilities such as O,N and O,S should be veriﬁed. In our previous work, we
synthesized benzoic hydroxamate derivatives and their complexes as
model compounds and we found several similarities to humic acid
iron complexes (Orlowska et al., 2016). However, the bioavailability of
iron in those complexes was not comparable with natural compounds
and we decided to elucidate iron complexes based on different ligand
coordination motifs.
Herein, we report the synthesis of a series of iron model complexes
with different structural characteristics. We have chosen coordination
motifs e.g. catechol, hydroxamate, salicylate, maltolate, thiomaltolate,
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synthesized complexes were characterized by elemental analysis, spec-
troscopic methods (UV–Vis), mass spectrometry, cyclic voltammetry
and EPR spectroscopy. Moreover, the thermodynamic stability of the
iron complexes in seawater was investigated. Most importantly, iron
bioavailability and uptake from the complexes was monitored with
algae growth experiments using two seawater algae species, namely
Chlorella salina and Prymnesium parvum.
2. Experimental
2.1. Materials and methods
All chemicals were purchased from Sigma Aldrich, Alfa, Fluka,
Riedel-de Haen or Acros and used as obtained. For the synthesis of the
model compounds following chemicals were used: FeCl3 (anhydrous,
Riedel-de Haen, 12321), FeCl3 · 6H2O (Riedel-de Haen, 31232),
NaOMe (Acros-Fisher, AC17312-1000), NaOH (Sigma Aldrich, 30620).
KOH (Sigma Aldrich, 484016), 3-hydroxy-2-methyl-4-pyrone (Acros
Fisher, 121,551,000), PPh4Cl (Sigma Aldrich, 88,060), salicylic acid
(Sigma Aldrich, 84,210), picolinic acid (Sigma Aldrich, P42800),
Lawessons reagent (Acros-Fisher, 10124840). All solvents were of ana-
lytical grade and used without further puriﬁcation. The formation and
purity of the compounds was veriﬁed with 1H NMR, ESI-MS, elemental
analysis, X-ray diffraction studies, EPR andATR-IR spectroscopy. Speciﬁc
devices and conditions used for those measurements are listed below.
1H NMR spectra were recorded on a Bruker Avance III™ 500 MHz
spectrometer in DMSO-d6 at 298 K using standard pulse programs at
500.10 MHz for 1H experiments.
Electrospray ionization mass spectra were measured with a Bruker
maXis ESI-QqTOF spectrometer in the positive and negative mode
using acetonitrile/methanol 1% H2O as solvent. ATR-IR spectra were
measured using a Bruker Vertex 70 Fourier transform IR spectrometer.
Elemental analyseswere performed at theMicroanalytical Laborato-
ry of theUniversity of Viennawith a Perkin-Elmer 2400 CHN Series II el-
emental analyzer or a Eurovector EA3000 elemental analyzer and are
within 0.4% of the calculated values. If not otherwise stated the sub-
stances were synthesized and puriﬁed according to the general
procedure.
EPR spectra were acquired on a Bruker Elexsys-II E500 CW-EPR
spectrometer equippedwith a high sensitivity cavity (SHQE1119) oper-
ating at 90 ± 1 K. The parameters of the spectrometer were set as fol-
lows: microwave frequency, 9.43 GHz; modulation frequency,
100 kHz; center ﬁeld, 6000 G; sweep width, 12,000 G; sweep time,
335.5 s; modulation amplitude, 20.37 G; microwave power, 15 mW;
conversion time, 81.92 ms; resolution, 4096 points; averaged scans, 3.
Samples were dissolved in dimethylformamide (7 mg/mL). The EPR
spectra of all samples were corrected for the solvent control. The
rhombicity of the iron complexes was determined using the software
Visual RHOMBO (version 1) (Hagen, 2007).
X-ray diffractionmeasurements were performed on a D8 Venture at
100 K Experimental parameters of the X-ray diffraction measurements
are listed in Table S1. SAINT (Pressprich & Chambers, 2004) was used
to process the data. The structures were solved by direct methods and
reﬁned by full-matrix least-squares techniques. Non-hydrogen atoms
were reﬁned with anisotropic displacement parameters. Hydrogen
atoms were inserted at calculated positions and reﬁned with a riding
model or as free rotating groups. The following computer programs
were used: structure solution, SHELXS-97 (Sheldrick, 2008); reﬁne-
ment, SHELXL-201355 OLEX2 (Dolomanov et al., 2009); SHELXLE
(Hubschle et al., 2011); molecular diagrams and crystallographic data
ﬁles of the chloroﬂavone ligand have been deposited at the Cambridge
Crystallographic Database as CCDC 1499386.
The redox properties of the complexes were investigated with cyclic
voltammetry. Cyclic voltammograms were measured in a three-elec-
trode cell using a 2.0-mm- and 3.0-mm-diameter glassy carbonworkingelectrode, a platinum auxiliary electrode, and anAg|Ag+ reference elec-
trode containing 0.10 M AgNO3. Measurements were performed at
room temperature using an EG & G PARC 273 A potentiostat/
galvanostat. Deaeration of solutions was accomplished by passing a
stream of argon through the solution for 5 min prior to the measure-
ment and then maintaining a blanket atmosphere of argon over the so-
lution during the measurement. The potentials were measured in DMF
containing 0.10 M [n-Bu4N][BF4], using [Fe(ƞ5-C5H5)2] (E1/2 = +0.6–
0.68 V vs NHE) as internal standard and are quoted relative to the nor-
mal hydrogen electrode NHE (Barrette et al., 1984).
The stability and behavior of the complexes after dissolution in sea-
water, distilled water and at different pH values was monitored with
UV–Vis spectroscopy. The UV–Vis spectra were recorded on an Agilent
8453 spectrophotometer and Perkin Elmer lambda 35 with PTP 6
(Peltier Temperature Programmer) and Julabo AWC 100 recirculating
cooler in the range of 200–800 nm at 25 °C.
Algal growth experiments were carried out with batch cultures of
the unicellular chlorophyte species Chlorella salina, strain SAG 8.86
and Prymnesium parvum, strain SAG 127.79 obtained from the Culture
Collection of Algae at Goettingen University. These algae species were
chosen because of their widespread occurrence and abundance in the
Northern Atlantic Ocean. Experiments were performed in modiﬁed
sterile f/2medium (Guillard & Ryther, 1962; Schlosser, 1994; Guillard,
1975) (list of chemicals used for the preparation of medium is available
in the SI), containing EDTA as complexing agent, preparedwith 35‰ sa-
linity artiﬁcial seawater as described by Kester (Kester et al., 1967) at
pH 8.2. Cultures were grown in 200 mL Schott ﬂasks kept at 21° ±
0.5 °C by means of a water bath, stirred with 300 rpm and supplied
with ﬁltered air. Plant grow- ﬂuorescent lamps with a 16:8 h light:
dark cycle were used to provide algae with light at mean intensities, di-
rectly measured at the ﬂask surface, of 165 μmol m −2 s−1. All cultures
were carried out in triplicates; for each approach three different control
samples were prepared: full f/2 medium (+ Fe, + EDTA), f/2medium
without iron (− Fe, + EDTA) and f/2 medium without EDTA (+ Fe,−
EDTA) (see S15). As a negative control for our studies, we utilized
iron-free samples where we used extra pure sodium chloride (Alfa
Aesar, 87605 and Sigma Aldrich, 204439) for the seawater preparation
to minimize the iron contamination. To test iron complexes, the respec-
tive iron concentration was added in form of the complex into the f/2
medium and no additional EDTA was used. All the nutrient stock solu-
tions were sterilized by passing through a 0.2 μm capsule ﬁlter (Sartori-
us Sartobran 300). Algae were precultured in full medium, at the
beginning of the experiment an inoculum of 2–5mLwas used to obtain
an initial concentration of app. 9 × 104–1.5 × 105 cells mL−1. Speciﬁc
growth rates were determined using the equation μ= ln(x1 / xo)/t1−
t2 where xo was the initial cell concentration at time t0 and x1 the con-
centration at the time t2. Overall, four experiments on C. salina and
one experiment on P. parvum were carried out. The concentrations of
tested substances were 11.7 μmol L−1. The experiments were carried
out over a period of 20 to 30 days (depending on algal growth) and
the algae concentration was monitored after 6–8 days from beginning
of experiment and then every other day. The number of cells in the cul-
ture was estimated with a Neubauer improved cell counting chamber
with a 0.1 mm depth and microscope. Because of the mobility of P.
parvum, in order to count the cells, 1 mL of each sample was collected
and algae were ﬁxed adding 10 μL of 10% formic acid solution. C. salina
cells were counted without any treatment.
2.2. Synthesis of iron complexes
2.2.1. [Fe(maltolato)3] (Morita et al., 1975)
(1) FeCl3 (37 mg, 0.23 mmol) dissolved in methanol (2 mL) was
added to a solution of maltol (87 mg, 0.70 mmol) and NaOMe (41 mg,
0.77 mmol) in methanol (5 mL). The dark red solution was stirred for
3 h and the solvent was removed in vacuo. The residue was extracted
with dichloromethane (20 mL) and the solution was ﬁltered.
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of a red precipitate. The product was ﬁltered off and dried in vacuo.
Yield: 99 mg, 0.16 mmol, 71%. ESI-MS: m/z 454 [M + Na]+; Anal.
Calcd for C18H15FeO9: C, 50.14; H, 3.51; O, 33.40. Found: C, 49.95; H,
3.41; O, 33.17. IR (ATR, selected bands, νmax): 2969, 1601, 1562, 1497,
1461, 1295, 1275, 1244, 1205, 1036, 922, 848, 763, 721, 609 cm−1.
2.2.2. [Fe(thiomaltolato)3] (Lewis et al., 2003)
(2) FeCl3 (37 mg, 0.23 mmol) dissolved in methanol (2 mL) was
added to the suspension of thiomaltol (99 mg, 0.70 mmol) and KOH
(58 mg, 1.05 mmol) in MeOH (5mL). The dark red solution was stirred
for 3 h and the solvent was removed in vacuo. The dry residue was ex-
tracted with chloroform (15 mL) and the solution was ﬁltered.
Isopropanol was slowly added to the solution resulting in the formation
of a red precipitate. The product was ﬁltered off, washed with H2O and
then dried in vacuo. Yield: 88 mg, 0.18 mmol, 80%. X-ray diffraction
quality single crystals were grown in methanol (slow evaporation).
ESI-MS: m/z 518 [M + K]+; Anal. Calcd for C18H15FeO6S3·0.5 H2O: C,
44.27; H, 3.30; O, 21.29. Found: C, 44.45; H, 3.00; O, 20.92. IR (ATR, se-
lected bands, νmax): 2948, 1571, 1493, 1452, 1410, 1364, 1270, 1215,
1180, 1056, 1033, 902, 816, 738, 663, 582 cm−1.
2.2.3. [Fe2(catechol)4(H2O)2](Ph4P)2 (Grillo et al., 1996)
(3) FeCl3 (37 mg, 0.23 mmol) dissolved in H2O (2mL) was added to
the suspension of catechol (77 mg, 0.70 mmol) and NaOH (30 mg,
0.70 mmol) in H2O (10 mL). The dark red solution was stirred for
0.5 h at 65 °C and the mixture was cooled to the rt. (25 °C). NaOH
(84 mg, 2.1 mmol) and tetraphenylphosphonium chloride (86 mg,
0.23 mmol) was added, resulting in formation of dark violet precipitate.
The productwasﬁltered off, washedwith H2O and dried in vacuo. Yield:
65 mg, 0.05 mmol, 45%. ESI-MS:m/z 272 [Fe(cat)2]−,m/z 339 [Ph4P]+;
Anal. Calcd for C72H60Fe2O10P2·0.5 H2O: C, 68.20; H, 4.85; O, 13.25.
Found: C, 68.16; H, 4.74; O, 13.33. IR (ATR, selected bands, νmax):
3055, 1563, 1476, 1438, 1326, 1251, 1107, 1022, 997, 869, 788, 742,
721, 688, 600 cm−1.
2.2.4. [Fe2(salicylic acid)4]
(4) FeCl3·6H2O (324 mg, 1.21 mmol) dissolved in water (2 mL) was
added to the solution of salicylic acid (500 mg, 3.62 mmol) and KOH
(203 mg, 3.62 mmol) in water (30 mL) at 60 °C. A dark blue solid was
formed immediately and the suspension was stirred at 60 °C for 2 h
and ﬁltered hot. The precipitate was washed with water and dried in
vacuo at 50 °C. Yield: 195 mg, 0.3 mmol, 49%. ESI-MS: m/z 659 [M −
H]−; Anal. Calcd for C28H18Fe2O12·3.5 H2O: C, 46.63; H, 3.49; O, 34.39.
Found: C, 46.66; H, 3.25; O, 34.99. IR (ATR, selected bands, νmax):
2970, 1603, 1553, 1454, 1383, 1323, 1232, 1181, 1146, 1056, 1033,
1014, 884, 863, 792, 747, 697, 655, 578 cm−1.
2.2.5. [Fe(picolinic acid)3] (Kiani et al., 2000)
(6) FeCl3 (88.4 mg, 0.54 mmol) dissolved in methanol (2 mL) was
added to the suspension of picolinic acid (200 mg, 1.62 mmol) and
KOH (90.5 mg, 1.62 mmol) in methanol (15 mL). The yellow solution
was stirred for 2 h, ﬁltered and the solvent was removed in vacuo. The
residue was extracted with dichloromethane (20 mL) and left in refrig-
erator overnight and ﬁltered. Slow diffusion of petrol ether into the
dichloromethane solution resulted in the formation of a yellow precip-
itate. The productwasﬁltered off and then dried in vacuo. Yield: 109mg,
0.26 mmol, 48%. ESI-MS: m/z 445 [M + Na]+; Anal. Calcd for
C18H12FeN3O6 · 0.5 CH2Cl2: C, 47.82; H, 2.82; N, 9.04. Found: C, 47.61;
H, 2.81; N, 8.70. IR (ATR, selected bands, νmax): 2970, 1657, 1602,
1567, 1471, 1325, 1284, 1241, 1146, 1089, 1049, 1024, 850, 832, 769,
707, 692, 648 cm−1.
2.2.6. [Fe(chloroﬂavone)3]
(7) FeCl3 (48.6 mg, 0.3 mmol) dissolved in methanol (5 mL) was
added to the suspension of chloroﬂavone (300 mg, 1.1 mmol) andNaOMe (59mg, 1.1mmol) inmethanol (10mL). The brown suspension
was stirred for 2 h and ﬁltered. The dry residue was extracted with
dichlormethane (20mL) and left at 4 °C overnight and ﬁltered. Slow dif-
fusion of petrolether into the dichlormethane solution resulted in the
formation of brown precipitate. The product was ﬁltered off and then
dried in vacuo. Yield: 160 mg, 0.18 mmol, 61%. ESI-MS: m/z 870 [M]+;
Anal. Calcd for C45H24Cl3FeO9: C, 62.06; H, 2.78; O, 16.53. Found: C,
61.73; H, 2.77; O, 16.75. IR (ATR, selected bands, νmax): 2970, 1603,
1553, 1454, 1382, 1323, 1180, 1145, 1056, 1033, 1014, 884, 863, 792,
747, 696, 655, 578 cm−1.
3. Results and discussion
3.1. Synthesis – general overview
Chloroﬂavone, thiomaltol, 3-hydroxy benzhydroxamic acid and its
iron complex (5) were synthesized according to the previously pub-
lished procedures (Orlowska et al., 2016; Lewis et al., 2003; Litkei et
al., 1979). Single crystals suitable for X-ray diffraction analysis were ob-
tained for the chloroﬂavone ligand by slow evaporation in chloroform
(see S16). The Fe(III) complexes were synthesized by deprotonation of
the ligand and conversion with iron(III)chloride in aqueous or metha-
nolic solution. The puriﬁcation of the complexes was found to be the
crucial step of the synthesis, the complexes were found to be soluble
in protic solvents as were the formed by-products. In case of the cate-
chol-based iron complex, pure complex was precipitated by utilization
of the more lipophilic counterion, tetraphenylphosphonium. Overall,
complexes 1–7 were isolated in moderate to good yields (43–80%) de-
pending on the applied puriﬁcation protocol. An overview of the syn-
thesized model complexes is shown in scheme 1.
In order to conﬁrm the formation of the desired products,
electrospray ionization mass spectrometry (ESI-MS), IR spectroscopy
and elemental analysis were performed for the synthesized compounds
(see experimental section). Due to the paramagnetic properties of
Fe(III) complexes, 1H NMR spectroscopy could not be utilized for char-
acterization and other methods were used instead. The ESI-MS spectra
of the complexes (positive and negative mode) were measured in
methanol and/or in acetonitrile. For almost all complexes the positively
charged H+, Na+ or K+ adducts were detected. For example the peak
with m/z value of 445 in the spectrum of 6 was assigned to the
[Fe(C6H4NO2)3Na]+. In case of the iron complex with catechol a nega-
tively charged peak with m/z value of 272 was observed, which was
assigned to [Fe(catechol)2]− and a positively charged peak of [Ph4P]+
with m/z value of 339. All detected molecular peaks of the complexes
showed the typical isotopic iron pattern.
3.2. Cyclic voltammetry
Redox potentials of model compounds present important informa-
tion about possible redox processes in solution. Reduction of iron(III)
to iron(II) is broadly believed to be necessary for uptake (Wells et al.,
1995). The lower ligand afﬁnity to the softer Fe(II) results in a facilitated
release of the metal ion and absorption by microorganisms. Although
iron(II) can be easily oxidized in seawater and is bound again by organic
ligands, due to the reduction/oxidation cycle, the steady state iron(II)
concentration is high enough to supply living beings with this metal
(Morel et al., 1991). Blazevic et al. have shown that the photoreduction
of humic acids leads to the bioavailable iron in the ocean (Blazevic et al.,
2016). Thus, proper model complexes should also be reducible in sea-
water. Fig. 1 shows the recorded cyclic voltammograms (CVs) of the
model compounds 1–7 in speciﬁc potential regions (for CVs of each
compound see Figs. S18–S24). For complexes 1 and 6 reversible
Fe(III)/Fe(II) reduction waves were observed. The assignment of the
Fe(III)/Fe(II) reduction peakswas not clear in all cases. Especially the in-
terpretation of cyclic voltammograms of the complexes bearing redox
active ligands was challenging. For those complexes, with sophisticated
Scheme 1. Overview of the synthetized model compounds ([Fe(maltolato)3] (1), [Fe(thiomaltolato)3] (2), [Fe2(catechol)4(H2O)2](Ph4P)2 (3), [Fe2(salicylic acid)4] (4), [Fe(3-
hydroxybenzoic hydroxamate)3] (5) [Fe(picolinic acid)3] (6), [Fe(chloroﬂavone)3] (7)).
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the potential sector is shown where the iron reduction peak can be
presumed. Complexes 1 and 6 in DMF show a reversible single-electron
reductionwave, Ired assigned to the FeIII/FeII process. The redox potential
values for the FeIII/FeII redox couple are−0.62 V for 1 and 0.21 V for 6.
On the other hand, thiomaltol-based complex 2 showed different elec-
trochemical processes. An irreversible oxidation occurred at 1.29 V
and −0.02 V and an irreversible reduction at 0.02 V and −1.85 V.Fig. 1. Cyclic voltammograms of the model compounds 1–7 at 0.20 V s−1 showed at
selected potential regions.Also, a reversible process with E½ -0.45 V, which can be assigned to
iron reduction, was detected. Other signals can be associated in the
reduction and oxidation of the thiomaltol ligand. The dimeric iron cate-
chol complex 3 showed three different reduction waves at −1.62,
−0.04 and 0.50 V and the oxidation of catechol at 1.18 V. All these
redox processes were irreversible or quasi-reversible. Clear assignment
of the reductionwaves was not possible and therefore free catechol was
measured for comparison. The ligand displayed a reduction wave at
−0.42 V and an oxidation wave at 0.55. Due to the complexation with
iron those values have changed but it can be assumed that one of the
three peaks is related to ligand reduction and the other two to Fe(III)/
Fe(II) reduction of the two iron centers. Analysis of the cyclic voltammo-
grams of the dimeric salicylic acid complex 4 showed one irreversible
oxidation wave at 1.27 V. This process can be connected with salicylic
acid and its oxidation. Also, two quasi-reversible reduction peaks at
−0.10 V and−0.42 V and an irreversible reduction at−1.40 V were
observed. Two quasi-reversible reductions can be assigned to Fe(III)/
Fe(II) reduction and conﬁrm the presence of two iron centers in the
complex. In case of salicylic hydroxamic complex 5, only irreversible
processes were observed. The assignment of the Fe-reduction peak
was not possible due to the low intensity of the signals and redox activ-
ity of the ligand. The behavior of the free ligand was also studied in
order to compare the signals and enable the characterization; however,
no clear assignment could be made. All observed signals were in the
negative region between−0.50 V and−1.20 V and, therefore, it can
be assumed that electrochemical reduction is unlikely under biological
conditions. The electrochemical studies of compound 7 revealed several
irreversible processes and one reversible one. Two oxidationswaves, Iox
with the values 1.24 V and 1.41 V, which can be associated with ligand
oxidation,were observed. In order to assign the other observed process-
es, electrochemical studies of uncoordinated chloroﬂavone have been
performed. The ligand showed three irreversible reduction processes
at−0.78 V,−1.00 V and−1.30 V. Knowing that the ligand undergoes
only irreversible reductions, we assumed that three irreversible reduc-
tions observed in the complex can be associated with chloroﬂavone
and the reversible processwith E½=−0.27V is the Fe(III)/Fe(II) reduc-
tion. Those results correlate with the electrochemical studies of 1,
where reversible reduction was observed as well and the iron in 1 has
a similar coordination mode (bound via a carbonyl oxygen and a hy-
droxyl group). Summarizing the electrochemical studies, the majority
of themeasuredmodel complexes showed iron reduction potentials ac-
cessible to biological reducing agents (down to ~− 350 mV) (Pierre &
Fontecave, 1999). Therefore, iron release by reduction and cleavage of
the complex entity can be considered as a possible mode of action.
Additional irreversible reduction processes occurred for the complexes
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plex, can take place after reduction of the iron center.
Unfortunately it is impossible tomeasure the redox properties of the
complexes under culturing conditions because of the very low concen-
trations of the compounds in seawater. The concentrations used for cy-
clic voltammetry are in nM range whereas the concentrations in
culturing studies are in μM range. Moreover, there are several factors
which impact the redox behavior (pH value and its changes during
the experiment, light, other ions present, long duration of the experi-
ments) and cannot be included in CV studies. Therefore, cyclic
voltammetric studies do not deliver the clear answer if the iron in the
complexes can be reduced or not but rather the likelihood of the
reduction.
3.3. EPR spectroscopy
EPR spectroscopic analyses showed the characteristic geff=4.3 peak
for all iron complexes, thereby proving the high spin state of the Fe(III)
species (Fig. 2). The high intensity of the EPR line at geff = 4.3 emerges
from the three coinciding g-values for the I ± 3/2 N doublet of the
S = 5/2 system. According to the geff-values a rhombicity of 0.31 and
0.19was calculated for the iron centers in the complexes. Thus, the crys-
tal ﬁeld at the Fe(III) centers show strong orthorhombic character and
only low axial symmetry. As iron complexes 3 and 4 consist of two
iron centers, broader signals due to spin-spin interactions between the
unpaired electrons of the two iron centers are expected but not obtain-
ed. The absence of any detectable interactions between the two para-
magnets can be explained by the two identical iron centers yielding
signals which cannot be resolved by cw-EPR at 90 K. Although complex
6 is a mononuclear complex, splitting of the geff=4.3 peak was obtain-
ed. The splitting is caused by superhyperﬁne interactions of themagnet-
ic nitrogen nuclei with the unpaired electrons of the iron. Thus, the
neighboring nitrogen atoms of the iron center in the complex 6 can be
identiﬁed by means of EPR spectroscopy.
3.4. UV–Vis Stability studies
The possible reduction and cellular uptake of iron is closely related
with the stability of the coordination compounds in seawater. On the
one hand, iron complexes should be prone to redox processes, degrada-
tion and dissociation; however, if decomposition progresses too fast
then the released iron, independently of oxidation state, will precipitate
in seawater. On the other hand, very inert complexes may also have no
inﬂuence on the growth of algae because no ironwould be released. TheFig. 2. Representative EPR spectra of the dinuclear iron complex (4) and the mononuclear
iron complexes with (6) and without (2) superhyperﬁne interaction due to neighboring
nitrogen atoms.stability constants of the formed iron complexes of most ligands used in
this study were previously reported. The highest logβ overall stability
constants were found for the complexeswith catechol (3) and salicyclic
acid (4) with logβ3 values of 43.7 and 36.6 respectively (Avdeef et al.,
1978; Maqsood & Kazmi, 1993). The stability constants of maltolato
(1) and hydroxamato iron(III) (5) complexes were found in the same
range but the substitution of oxygen in thiomaltol resulted in lower
logβ3 value for thiomaltolato iron(III) complex 3, namely 23.1 (com-
pared to 29.8 for maltolato complex 1) (Chaves et al., 2012). This can
be explained with the higher afﬁnity of sulfur towards soft metalions.
We can assume that the stability of the complex 7 will be comparable
with 1 due to the very similar coordination chemistry. Lowest stability
constants were found for iron(III) picolinate (6) which is connected to
the nitrogen in the ﬁrst coordination sphere (Lannon et al., 1986). Sim-
ilar to sulfur, nitrogen also shows higher afﬁnity towards soft metalions
and its iron(II) (softer as iron(III)) complexes are also well known. In
summary, we should expect the highest stability for the catechol com-
plex 3whereas the complex 6would bemost labile. However, the prob-
lemwith stability constants found in the literature is that the conditions
in seawater medium in algal studies are not the same as those used for
the estimation of those constants. It is also not possible to measure logβ
values in seawater due to the buffer properties, ionic strength and the
presence of other metal ions competing for the ligand. Also the light ex-
posure, pH value and oxygenation contribute to the changes in stability
of the metal complexes. Chemistry of catechol shows that those differ-
ences should not be left unattended. This ligand is prone to the oxida-
tion in seawater and the reduction of iron(III) in the presence of
catechol was observed (Santana-Casiano et al., 2010). We decided to
use UV–Vis spectroscopy to monitor changes occurring in the com-
plexes after dissolution in seawater in order to predict the stability of
the complexes and evaluate the algal studies. Therefore, the stability
of the synthesized complexes in seawater at pH ≈ 8.2–8.4 (see Figs.
S1–S4) and distilled water (see Figs. S5–S9) was monitored over 24 h
by means of UV–Vis spectrometry. In some cases the stability of the
complexes at pH≈ 8.2 and the ligand itself was evaluated. Maltol com-
plex 1 showed absorbances at 220 and 320 nm with no shift changes
over time. In distilled water, a decrease of the absorption at 320 nm
followed by increase of absorption at 275 nm with an isosbestic point
at 285 nmwas observed (Fig. 3). Those changes can be assigned to pro-
tonation and deprotonation processes.
Similar to 1 the respective thiomaltol analog 2was stable over 24 h
in both seawater and distilledwater but precipitation of the complex re-
sulted in an absorbance decrease over time. Complex 3 (Fig. 4) was
found to be unstable independently of the applied experimental setup
(distilled water, seawater and water at pH 8.2). In all cases an isosbestic
point was found at ca. 300 nm. Also, the absorption of peak at 270 nm
was increasing with the time as well as the absorption in the range be-
tween 250 and 270 nm. The changes weremost distinctive in seawater.
This behavior can be explained by both reduction and/or deprotonation
of the complex as well as the redox activity of the catechol moiety
(Schweigert et al., 2001).
Complexes 4–7 were found to be stable in distilled water and 4–6
also in seawater. Complex 7 showed signiﬁcantly lower solubility in sea-
water compared to the other model compounds leading to partial pre-
cipitation over 24 h but no spectral changes were observed. The
solubility of the complex, however, was sufﬁcient to perform algae
studies.
Concerned about the stability and behavior of the complexes during
the long term algal studies we performed additionally UV–Vis studies
over 21 days (see ﬁgs. S12-S15). We observed slowly partial precipita-
tion of the complexes 1, 4, 5 and 7. Despite the changes during the
ﬁrst 24 h in case of complex 3, no further changes in spectra were ob-
served for 3 and 6 during 21 days. In case of complex 2, after the partial
precipitation after 24 h we observed after 7 days signiﬁcant changes in
spectra. Apparently after longer exposure of 2 decomposition of the
complex and ligand can be observed.
Fig. 3. Time dependent UV–Vis spectra of 1 in distilled water (A), water at pH 8 (B) and seawater (C) over 24 h (spectra were measured in an 1 h interval, start and end point of the
measurement are indicated in A and B, in C no changes were observed).
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The ability of all model compounds to supply marine microorgan-
ismswith ironwas investigated utilizing unicellular green algae Chlorel-
la salina. For the model compounds with the best impact on the culture
of C. salina an experiment on the haptophyte Prymnesium parvum was
performed. It is broadly believed that algae uptake iron as unchelated
ion rather than as complex with organic ligands (Sutak et al., 2012;
Morrissey & Bowler, 2012). Only for the microorganisms producing
siderophores, the uptake of iron as siderophore-complex and its reduc-
tion in the cell was observed (Hopkinson &Morel, 2009). There are dif-
ferent possible pathways of iron release from the complexes (Hunter &
Boyd, 2007). One of them includes simple ligand-metal equilibrium
which changes after consumption of iron by primary producers, pro-
moting the iron dissociation from the complex. Another pathway is
based on the degradation of the ligand, which also leads to the complex
breakdown. Third possibility is the reduction of iron in the complex,
which decreases the afﬁnity of ligands towards iron and induces the re-
lease. This process can occur due to the self-reduction/oxidation of the
complexwhichmeans the oxidation of the ligandwith simultaneous re-
duction of iron (Rose&Waite, 2003b). Especially photo-reductive disso-
ciation seems to have a big impact on the bioavailability of iron and is
already known as a mechanism of iron release from AHS (Blazevic et
al., 2016). Considering those facts, the perfect model ligand should
show high afﬁnity towards ferric ion and low towards ferrous iron,
and be able to undergo redox processes. Preliminary experiments
have shown that C. salina is sensitive to iron limitation and displays
poor growth inmediumwithout iron (Krachler et al., 2016). Additional-
ly this algae species does not produce any iron chelating molecules
which would facilitate the iron uptake. Therefore C. salina showed
only poor growth inmediumwith iron butwithout chelatingmolecules.
It is also important to mention that, in all performed algal experiments,
both C. salina and P. parvum showed the typical growth pattern in fullFig. 4. Time dependent UV–Vis spectra of 3 (50 μM) indistilledwater (A) seawater (B) over 24 h
start and end point of the measurement are indicated in A and B).medium (Fogg & Thake, 1987; Miron et al., 2002). In iron-free samples
(− Fe, + EDTA) the growth was strongly inhibited for C. salina and par-
tially inhibited for P. parvum, which means, iron deﬁciency conditions
were given. The long time between the beginning of each experiment
and start of the exponential growth for C. salina is typical and known
from large-scale iron fertilization experiments in HNLC regions
(Pitchford & Brindley, 1999; Fujii & Chai, 2009). The pH value wasmon-
itored at the beginning of the experiments and during the experiments.
In all experiments higher pHvalues (up to 10.5)were observed in expo-
nential growth phase of the culture, which are connected to the in-
creased CO2 demand. After the end of the exponential growth and the
beginning of the stationary phase the pH decreased to the initial value.
In samples, where no growth or poor growth was observed, no signiﬁ-
cant changes in pH value were observed.
Fig. 5 shows the growth curves of C. salina after treatment with
model compounds 3, 4 and 7 compared to the control samples (see
Experimental section).
Complexes with salicylic acid and chloroﬂavone (4, 7, respectively)
did not signiﬁcantly enhance the growth of C. salina in comparison to
the control samples lacking iron or EDTA. The growth of algae after
treatmentwith thosemodel compoundswasworse than for the control
culture containing iron and EDTA. In conclusion, complexes 4 and 7 do
not supply or inefﬁciently supply algae with bioavailable iron, which
might be explained by the poor solubility of the complexes. Although
the concentration of the complexes in seawater was low
(1.17 ∗ 10−5 mol L−1 - based on iron), the complexes can precipitate
during the long duration of the experiment and especially complex 7
was found to be poorly soluble in seawater in higher concentrations as
used in algal studies. Poor growth of the culture treated with 4 can be
also explained by the redox chemistry of the complex, which displays
three reductionwaves at−0.1,−0.42 and−1.4 V. Those values are ac-
cessible for some natural reducing agents (−0.1 V) but not for Fenton
reactions and photoreduction is postulated to be the mechanism ofshowing the regionwhere the changes occurred (spectraweremeasured in an 1 h interval,
Fig. 5. Growth curves of C. salina (error bars: ±SD) treated with model compounds 3, 4, 7 compared to control samples (+ Fe, + EDTA; + Fe,− EDTA;− Fe, + EDTA).
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complexes. Surprisingly the C. salina culture treated with 3 responded
in very good growth and reached the highest concentration of near
8 ∗ 106±1.1 ∗ 105 cellsmL−1, whichwas better than the control sample
with EDTA and iron. Catechol is known for its high afﬁnity towards iron
and our redox studies conﬁrm also the possibility of the reduction of the
complex under biological conditions (Santana-Casiano et al., 2010). TheFig. 6.Growth curves of C. salina (error bars:±SD) treatedwithmodel compounds 1, 2, 5, 6, thi
EDTA).high redox potential of iron also allows the Fenton reaction, which is in
line with the properties of natural AHS (Blazevic et al., 2016). Results of
the algal growth tests with compounds 1, 2, 5 and 6 are shown in Fig. 6.
Compound 1 displayed a similar impact on the culture as the control
sample without EDTA, reaching about half of the concentration of the
positive control (EDTA and Fe) at the end of the experiment. This
means, the iron can be utilized from the complex but the uptake is notomaltol and catechol compared to control samples (+ Fe,+ EDTA;+ Fe,− EDTA;− Fe,+
Table 2
Speciﬁc growth rates of C. salina after 17 days for 1, 2, 3, 4, 5, 6,7, catechol and thiomaltol.
1 2 3 4 5 6 7 Catechol Thiomaltol
Growth rate 0.16 0.24 0.23 0.17 0.11 0.10 0.13 0.19 0.25
Table 1
Algae end-concentration and relation between the control samples to samples treated with 1, 2, 3, 4, 5, 6 and 7.
1 2 3 4 5 6 7
Algae end-concentration
(cells mL−1)
3.1 * 106±1.1*106 1.1 ⁎ 107±1.2⁎104 8⁎106±1.1⁎105 3⁎106±1.7⁎106 2.4⁎106±9.6⁎105 5.4⁎106±4.6⁎105 1.5⁎106±9.8⁎105
+ Fe, + EDTA in % 40 193 123 47 31 62 23
− Fe, + EDTA 6.3 10.3 4.1 1.6 4.9 1.29 0.77
+ Fe,− EDTA 1 3.7 6.8 2.6 0.8 0.79 1.28
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effects and the culture reached the end concentration of 2.4 ∗ 106 ±
9.6 ∗ 105 cells mL−1. According to the cyclovoltammetric studies iron
in both complexes (1 and 5) should not be reduced under physiological
conditions and the complexes possess high solubility and stability in
seawater. Of course, the measured redox potentials are only the impli-
cation of the possible redox behavior because the same conditions as
in the culture studies cannot be applied for electrochemical measure-
ments. Still, considering the high stability of those complexes we can
assume that the reduction is rather unlikely. The possible explanation
for iron release can be the partially decomposition due to the very
long duration of the experiment. The growth rate of the algae treated
with complex 6 at the end of the experiment was better than for sam-
ples without iron but worse than the samples with iron but lacking
EDTA. Although the end concentration of the cells was 5.3 ∗ 106 ±
4.6 ∗ 105 cells mL−1, which is higher when compared to 1 and 5, algae
in both control samples (Fe and EDTA, Fe without EDTA) grew better.
This observation can also be explained with the redox chemistry of
the picolinate iron complex. The reduction of 6 is possible under physi-
ological conditions but the reduction is fully reversible, which means
thatmost likely no subsequent reactions and breakdown of the complex
takes place. The redox behavior combinedwith high stability conﬁrmed
by UV–Vis experiments can lead to the limited bioavailability of iron in
this complex. In contrast to 1, 5 and 6, complex 2 showed a remarkable
positive impact on C. salina growth (1.1 ∗ 107 ± 1.2 ∗ 104 cells mL−1).
The ﬁnal algae concentration is comparable with the results
obtained from previous investigations, where the isolated AHS were
tested on algae, namely 9 ∗ 106 ± 3.6 ∗ 106 cells mL−1 and 1 ∗ 107 ±
6.7 ∗ 105 cells L−1 (Krachler et al., 2016). It is very surprising, consider-
ing that thiomaltol was found to be highly cytotoxic (Hackl et al., 2016).
There is a possibility that C. salinametabolizes the complex and uses it
as a source of sulfur and iron or that the complex is not toxic for algae.
Though, it is notable that the growth curve of C. salina treated with 2
is different compared to the other model compounds. No signiﬁcant
changes in algal concentration were observed during the ﬁrst 12 days
of the experiment, which shows a strong inhibition in growth of the
algae; however, after this initial period, very fast exponential growth
of the culture was monitored. This result is in line with our long term
UV–Vis stability studies, where the changes in spectra indicate decom-
position of complex or/and ligand.
The end-concentrations of the samples treated with model com-
pounds as well as the relation between the end algae concentration of
control samples to samples treated with model compounds are shown
in Table 1. It is more reliable to compare the values within one experi-
ment because of the different growth stages of the cultures. Even if
the applied conditions and the concentrations at the beginning of the
experiment were exactly the same, the growth response of the control
samples was slightly different. Thus, the algae concentration in control
samples at the end of the experiment was different in each experiment.
The variances in vitality of the cultures at the beginning of each experi-
ment can be the explanation of those different results. Hence, the rela-
tion of the end-concentration of samples treated with model
compounds to the end-concentration of control samples provides the
more meaningful information. Summarizing the studies on C. salina,
two of the seven tested compounds namely 2 and 3 showed positive im-
pact on the culture of C. salina and are potentially suitable models forAHS regarding the bioavailability of iron. Additionally to the experi-
ments with iron complexes, we performed an experiment utilizing
only the free ligands from those two compounds by addition of catechol
or thiomaltol to culture medium lacking EDTA (Fig. 6). Moreover, the
impact of the bulky counter ion (tetraphenylphosphonium, PPh4+) on
the growth of algae after treatment with 3 can be elucidated.
Samples of C. salina containing thiomaltol reached a similar end-
concentration as samples treated with 2 and no delay or inhibition of
the growth of C. salina as monitored for 2 was observed. One possible
explanation could be that structurally different iron-thiomaltol com-
plexes might be formed in seawater, which acts less inhibitory for the
growth of C. salina. Moreover, thiomaltol can also react with other
metal ions present inmedium so that the concentration of the iron com-
plex is much lower in comparison to the samples treated with 2. Cul-
tures containing catechol and iron(III) chloride reached a lower end-
concentration compared to the samples with complex 3. The presence
of the P-containing bulky counter ion may be the possible explanation
for those results. The ligand can represent additional P-source for the
algae but the concentration of phosphorus in medium should be sufﬁ-
cient enough to ensure good growth (Klausmeier et al., 2004; Geider
& La Roche, 2002); however, more probably the counterion inﬂuences
the iron uptake. The medium used for the studies has a N:P ratio of
24:1. In some literatures theN:P ratio of 16:1 is postulated to be optimal
for the growth of several algae species (Hillebrand & Sommer, 1999). In
order to elucidate the impact of the elevated phosphorus concentration
in medium, algal studies with N:P ratio 16:1 and 24:1 were performed
(see Fig. S17). We did not ﬁnd signiﬁcant differences in C. salina growth
with regard to higher phosphor concentrations (N:P 16:1).
Additionally to the maximal algae cell concentration, we also calcu-
lated the speciﬁc growth rate of algae for all tested compounds after
17 days of each experiment which was the duration of the ﬁrst experi-
ment (Table 2). Similar to the maximal algae cell concentrations,
highest speciﬁc growth rates were observed for samples treated with
complexes 2 and 3 as well as the ligand thiomaltol.
In order to elucidate the effect of the two most promising model
compounds on other algal species, which differ in the biology and nutri-
tion requirements, we performed experimentswith compounds 2 and 3
on P. parvum. P. parvum is a wide spread algae species, adapted to differ-
ent salinities as well as changing nutrient conditions. Fig. 7 shows the
growth curves of P. parvum treated with 2 and 3 compared to control
samples. Both tested complexes positively impacted the growth of P.
parvum, reaching the concentrations 4.9 ∗ 106 ± 1.2 ∗ 104 cells mL−1
and 5.8 ∗ 106 ± 1.5 ∗ 105 cells mL−1 for 2 and 3, respectively. The sam-
ples treated with 2were monitored 2 days longer in order to elucidate
themaximumend-concentration,whereas in other samples the growth
stopped earlier. Analyzing the growth of P. parvum under diverse condi-
tions, several differences when compared to C. salina were observed.
Most importantly, the algae strain seems not to be as sensitive to iron
Fig. 7. Growth curves of P. parvum (error bars: ± SD) treated with model compounds 2 and 3 compared to control samples (+ Fe, + EDTA; + Fe,− EDTA;− Fe, + EDTA).
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was almost the same as the culture cultivated in full medium. Further-
more, the growth without iron was not inhibited to the same degree
as for C. salina.
Thus, it is possible that P. parvum can better accumulate and store
iron and that the requirements for iron are lower compared to those
of C. salina. The physiology of this species differs from C. salina, as
those algae are mixotropic organisms, with possible heterotrophic
growth (phagotrophy) (Martin-Cereceda et al., 2003). It is also known
that P. parvum can adapt to iron-stress conditions with the expression
of several genes (Maki et al., 2008). Overall, the model compounds 2
and 3 showed elevated growth rates of P. parvum compared to the con-
trol samples which conﬁrms that the iron bound in the complexes is
bioavailable for algae. Growth rates of the cultures after 17 days are
listed in Table 3. Highest speciﬁc growth rate for P. parvum was ob-
served in samples containing complex 3.4. Conclusions
Herein,we investigated seven iron(III) complexeswhich could act as
model compounds for humic acids with various structural features, dif-
ferent sets of donor atoms and chemical behavior. The simple composi-
tion and relatively small size of the selected complexes enabled
characterization by elemental analysis and mass spectroscopy. Also,
the electrochemical properties of the compounds related to the postu-
lated iron release by reduction in natural humic acid iron complexes
have been investigated. The oxidation state of iron could be identiﬁed
using EPR spectroscopy. Concerned about the reactivity of the com-
plexes in seawater, stability experiments have been performed by
means of UV–Vis spectroscopy under different conditions. Obtained in-
formation from both UV–Vis and cyclovoltammetric experiments con-
tributed to the interpretation and elucidation of the algal studies. The
major part of this work was the determination of the impact of the syn-
thesized model compounds on the growth of algae species C. salina and
P. parvum. The study showed that several of our models support algal
growth culture conﬁrming that the iron of the complexes is bioavailable.Table 3
Speciﬁc growth rates of P. parvum after 17 days for 2, 3, catechol and control samples.
2 3 Catechol − Fe + EDTA +Fe + EDTA +Fe− EDTA
Growth rate 0.20 0.24 0.20 0.16 0.19 0.18Some of the compounds showed effects on the culture, which are com-
parable with natural humic acids, for example catechol complex 3 and
thiomaltolato complex 2. According to previous work and EXAFS stud-
ies, it is unlikely that themajority of iron in humic acids is bound via sul-
fur, so the best ﬁtting model in our studies seems to be the dimeric iron
complex containing catechol. Due to the presence of many phenolic
moieties in natural AHS, thismode of coordination seems to be convinc-
ing. The investigated systems were very simple but the introduction of
proper catechol derivatives bearing lipophilic moieties may be the
next step for the successfulmodeling of AHS and a better understanding
of their biogeochemistry in the ocean.
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